The recent introduction of miniature liquid ion-exchanger electrodes provides the possibility of overcoming previously encountered limitations on the measurement of specific ionic activities in biological fluids. Hydrogen ion and sodium ion activities have been stuccessfully determined by means of glass-membrane electrodes(l-5). However, in the presence of sodium, glass electrodes are usually inadequate for measuring potassium, divalent cation or anion activities(4). The adaptation of the liquid ion-exchanger principle for use with microelectrodes, permits measurement of K+ and Cl-activities on botlh sides of the cell membrane(6-8).
Wise, Kurey, and Baum(13) constructed a K+ selective macroelectrode. Subsequently the K+ ion exchanger was employed in microelectrodes by Walker and Brown(6, 7) and also by Khuri, Agulian, and Wise (8) .
A physical property required of both the solvent and the ion-exchanger compound is a very low water solubility so that the exchanger solution can form a membrane-like phase separating two aqueous electrolyte solutions (10, 11) . Solvents that have been used have low dielectric constants (14) . The high degree of association between solvent molecules tends to exclude polar compounds, both water and ions. Some of the solvents that have been used in liquid ion-exchanger systems are xylene(IO), diphenyl ether (15) , nitrobenzene (10, 11) , bromobenzene (15) , chlorobenzene (15) , and 1,2-dichlorobenzene(l1). In general, these solvents have viscosities similar to water, are more dense than water, and have high boiling points thus are relatively nonvolatile. The commercially available exchanger that we have used (Corning No. 477317) employs 1-2-dimethyl-3-nitrobenzene to dissolve 2g/100 ml potassium tetrakis (p-chlorophenyl) borate (16) .
When the organic solution contacts an aqueous electrolyte solution, several reactions have been postulated to occur (4) . Any cation I+ dissolves sparingly in the membrane phase and exists there in its dissociated form I+ (the asterisk denotes existence in the membrane phase). The position of this reaction at equilibrium is shifted far to the left and is described by the partition coefficient, ki. ki * I+ = 1+
(1)
Most of the cations in the membrane phase associate with mobile sites, S-, in this case the negatively charged chloride groups on the exchanger molecule, to form a neutral compound IS. This equilibrium favors formation of the neutral species and is described by the association coefficient, K1.
I+ + S-= IS (2) When two cationic species are present in the aqueous solution, both enter the partition and association reactions and reach an equilibrium. A schematic physical description of the ion exchanger-aqueous solution boundary and its incorporation into an electrode is illustrated in Fig. 1 . The organic anions are confined to the ion-exchanger phase. Cations in the test solution enter the organic phase and associate with the negative sites. Anions in the test solution are excluded from the ion-exchanger system. Because cations enter and anions are excluded, an electrical potential difference is established at this boundary that is dependent on the cation concentration in the test solution. The magnitude of the electrical potential is proportional to the affinity of the ion-exchanger system for the cation. A smaller concentration of a cation species for which the exchanger has a high affinity can give the same potential as given by a larger concentration of another cation for which the affinity is lower.
The generation of this boundary potential, V2, can be considered a half-cell reaction. When a complete circuit is established as shown in Fig. 1 , the overall electrical potential difference is a function of the salt concentrations in the test and inside solutions and the types of cations in the solutions. The difference between the two boundary potentials, V, and V,, can be considered to account for the total potential difference across the ion-exchanger. When the inside solution is kept constant, only changes in the test solution actually change the total circuit potential.
A quantitative theory based on the assumptions of partition and association has been developed to describe these potentials (17, 18) . It predicts the kind of electrode behavior that is observed experimentally (7, 8, 12) . The electrical potential depends on the effective anion impermeability of the ion-exchanger systems. At equilibrium, a membrane permeable solely to cations and separating two solutions of a single salt generates a potential given by the Nernst equation 
E
In 1nal (5) where E is the membrane potential, R is the gas constant, T is the absolute temperature, F is the Faraday, ai, is the activity for the cation I+ in the outside solution, and al,, is the activity in the inside solution. When the membrane is incorporated into an electrode circuit, the concentration of the salt is held constant on one side, and an aqueous liquid junction separates the reference Ag-AgCl (6, 20) or renal proximal tubules (8) . Tlle experimental design devised to counter these difficulties is slhown schematically in Fig. 2 . Starting with the bathing solution over the kidney, the electrode is moved from a solution that hlas a composition like that of interstital fluid into the cell an(d then into the lumen. The K+ concentration probably rises and tlhein falls again uipon entering the lumen. The Na+ concentration is probably lower in the cells than in the lumen. Also along this same route, the membrane potential falls as the peritubtular membrane is crossed and rises sliglhtly as tlle tip enters the lumen. Tlhus, the clhange in potential on impaling the distal tubule is a complicatedI sum of the effects of clhanges in K+, Na+ (and probably NH,+) activities and membrane potential. As illtustrated in Fig. 2 Using the circuit in Fig. 2 , the procedure was to calibrate each electrode initially in a series of solutions of KCI, NaCl, and mixtures of varying KCI with NaCl constant at 50mMl or 150mMl. Data from such calibration measurements are shown in Fig. 3 . The total circuit potential is plotted against cation activities. The activities are calculated from measured concentrations using activity coefficients estimated from mean ionic activity coefficients using the Maclnnes assumption (21, 22) . The open triangles show the results of measurements with solutions of KCI alone. Line A is fitted by eye to these points and for this electrode has a slope of 58 mV/10-fold change in K+ activity. The open circles are the results of measurements in solutions of NaCl alone. The solution containing 155 mM NaCl gives the same potential as a solution of KCI 40 times more dilute. The empirically determined selectivity ratio at this Na concentration is, therefore, 40:1. Line B is fitted by eye to the NaCl data and has a slope of 35 mV/ 10-fold change in Na activity. Wise et al. (13) and Klhuri et al. (8) have also found that measurements in NaCl solutions yield slopes less than theoretically expectedl for a cation specific electrode. A deviation of this magnitude could be due to the presence of K+ at concentrations less than 1 mM, but such contaminationi of NaCl solutions, if uniform, would not give the straight line we have observed Data have also been obtained that permit a calibration of changes in the tip potential of the otlher barrel, the electrolyte-filled pipet that measures the membrane potential (Fig. 4) electrical potential difference and
